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Abstract 
 
The redox cycling can achieve in thin layer cell because products of electrode 
reactions diffuse in opposite directions across the thin layer to the electrodes where they 
can react again. This redox cycling can enhance the current, and hence improve the 
sensitivity and selectivity. The redox cycling can make the current be under steady state 
in thin layer electrolysis. The aim of this thesis is to get controlling factors of redox 
cycling in electrolysis of water. the factors include not only on distance between two 
electrodes, but also on the diffusion and electric migration of ions.  
Introduction is firstly devoted to the advantages and applications of micro reactors. 
Then the history, solution, material of electrodes and cell of electrolysis of water are 
described. Redox cycling can be observed in the thin layer cell. This is described in 
chapter 1. The experimental procedures are stated in Chapter 2. 
Chapter 3 is devoted to electrolysis of pure water at parallel platinum electrodes of 
which distance less than 100μm. The relation between the electrolysis potential and 
current was obtained through linear sweeping voltammetry (LSV) in 0.1M NaClO4 
aqueous solution on the assumption that there was no solution resistance. It obeyed the 
Tafel equation, which represented the electrode kinetic overpotential. When this kinetic 
overpotential was eliminated from the current-voltage curve of electrolysis, the potential 
drop should be caused by solution resistance. The resistivity of pure water was 
calculated from the potential difference at same current values. It increased with an 
increase in the distance between the electrodes. The value was however, much smaller 
than the conventional concept of pure water resistivity 18.2MΩcm. This was because 
generation and accumulation of hydrogen ion and hydroxide ion before the 
recombination reaction. The increase in the chronoamperometric current was due to the 
redox cycling of products after electrolysis. The square of distance was proportional to 
 II 
 
the time which got from the current-time curve. The slope of the proportionality implied 
the diffusion coefficient of the product. This value was consistent with result calculated 
by Stokes-Einstein equation at 25℃ in water. In order to understand the above behavior, 
we calculated concentration profiles of the ions and potential distribution in the cell on 
basis of the Nernst-Plank equation including dissociation kinetics of water. 
Chapter 4 deals with the mechanism of electrolyzing pure water, with the hydrogen 
gas or ion. The solution resistance without ion should be very large. Nevertheless, when 
hydrogen gas was deliberately added to pure water without any supporting electrolyte, 
the sigmoidal steady state voltammograms were obtained. The voltage of electrolysis of 
pure water changed from 1.3V to 0.5V. The current was at most 100 times larger than 
theoretical values calculated from the concentration of hydrogen ion in pure water 
10
-7
M. The reason of establishing the steady state current can be explained by redox 
cycling 2H
+
 + 2e  H2. The redox cycling reaction accompanied with dissociation of 
water H2O  H
+ 
+ OH
- 
was a source of hydrogen ion. When hydrogen ion was added to 
salt solution, the voltammograms with point-symmetry with respect to I=0 and E=0 was 
obtained, the limiting current was approximately proportional to the concentration of 
[H
+
], when [H
+
] <0.3mM. When [H
+
] >0.3mM, the limiting current may be not 
controlled by diffusion of hydrogen ion, so it deviated from proportionality. 
Current-voltage curves of the redox cycling reaction at low hydrogen concentration was 
expressed by 
The experimental value was close to the theoretical one. Redox cycling should occur for 
O2 + 2H2O + 4e
-
  4OH-. There was no any limiting current after deliberately added 
oxygen gas in pure water. The disappearance of limiting current may be ascribed to a 
large overpotential difference between the cathodic and the anodic reaction of dioxygen. 
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             Chapter 1                
Introduction 
 
1.1 Micro reactors 
 
A micro reactor is a device in which chemical reactions take place in typical lateral 
dimensions below 1 mm. The most typical forms of such confinements are 
microchannels or microfluidic reactors 
[1]
. Because of their advantages compared to the 
conventional-scale reactors, for example, low energy consumption, high speed, and 
short thermal response times for chemical reactions, in recent years, research on 
microreactors has become well established 
[2]
. Microreactors are normally operated 
continuously, this allows them to be employed for synthesizing small amounts of 
unstable chemicals for immediate use 
[3,4]
. Due to the small thermal inertia, micro 
reactors are suitable for reactions under conditions of uncommonly high temperature. 
This allows reactors to be increased in rate by raising the temperature beyond the 
boiling point of the solvent. In addition, they can control such accurate reaction 
parameters as to achieve subtle mixing and localized concentration 
[5,6]
. Micro reactors 
can facilitate ionic transport due to local electric fields, interaction of products at an 
anode and a cathode. Several examples can be described briefly in the following. 
Micro-electrolysis can be performed at low concentration of supporting electrolyte 
because of low solution resistance in a small cell 
[7-10]
. The flow cell with a narrow 
electrode separation has allowed electrochemical treatments of water without supporting 
electrolytes 
[11]
. The outstanding property of a micro reactor is its extremely large 
surface-to-volume ratio, it can improve reaction efficiency. Microfluidic reactors, which 
are characterized by large surface-to-volume ratios, are suitable for reactions with very 
slow kinetics at high pressure
 [12-14]
. Polymer microdevices integrated with electrodes 
have very high collection efficiency, owing to a restricted space around the 
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microchannel chip 
[15]
.  
 
1.2 Electrolysis of water 
 
Hydrogen is a major industrial raw material, which is mainly used in petroleum 
reﬁning [16,17], ammonia production [18,19]. It is also a kind of ideal secondary energy. In 
general, hydrogen combines with oxygen easily, this feature makes it as a natural 
reducer to prevent oxidation of production.  
Electrolysis of water is the decomposition of water into oxygen and hydrogen gas 
due to current being passed through the water. It is a simple method of producing 
extremely pure hydrogen, which is the important source of hydrogen gas. To produce 
hydrogen using renewable energies, water electrolysis is a fundamental and flexible 
approach because of its compatibility with all types of electricity generation 
[20,21]
. Jan 
Rudolph Deiman and Adriaan Paets van Troostwijk was the first to use an electrostatic 
machine to produce electricity which was discharged on gold electrodes in a Leyden 
jar with water in 1789 
[22]
.  
Alkaline water electrolysis is one of the easiest methods for hydrogen production, 
offering the advantage of simplicity. However, owing to high energy consumption of 
about 4.5–5 kWh/m3 H2 in most industrial electrolysers, the cost of hydrogen produced 
in such a way is high 
[23]
. There are various improvement to low the cost and rise 
efficiency of this process such as development of new electrocatalytic materials for 
electrodes 
[24-26]
. Another widely employed method is used polymer membranes as 
electrolyte. A thin Naﬁon membrane was first used by General Electric Co. to 
electrolyze water for space applications in 1966 
[27]
. In comparison to the traditional 
device using alkaline solutions, solid polymer electrolyte (SPE) water electrolysis has 
demonstrated its advantages, due to the introduction of the Nafion membranes 
[28]
, 
which have excellent chemical and mechanical stability, together with high ionic 
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conductivity and good gas impermeability. SPE water electrolysis is efficient in energy 
conversion, simple in application and specific production capacity 
[29-33]
. Furthermore, 
hydrogen can be directly produced with relatively high pressure and without further 
removal of alkaline media 
[34,35]
. However, efforts are still needed to further increase the 
electrolytic efficiency which is one of the most important factors to further lower 
hydrogen production costs to meet the market demands. The oxygen evolution electrode 
(anode) is the main source energy loss through overpotential in this system. For this 
reason, the electrocatalyst needs to be high-performance, it is therefore of great 
importance to develop and optimize anode electrocatalysts to minimize the energy loss 
[36-38]
.  
The SPE currently used, typically Naﬁon, is a strongly acidic medium, where only 
precious metal catalysts, such as Pt and Ir, can persistently work 
[39]
. Therefore, the SPE 
water electrolysis is difficult for wide commercialization. So far, alkaline water 
electrolysis is still the main industrial technology, duo to it is inexpensive and relatively 
mature
[ 40]
. The alkaline polymer electrolyte (APE) is a substitute for the acidic SPE. 
Because it doesn’t need KOH solutions and precious metal catalysts in the device, 
owing to the polyelectrolyte is alkaline in nature. In other words, APE combines the 
advantage of SPE and alkaline water electrolysis. In the last decade, it has been greatly 
developed and application 
[41]
.  
     
1.3 Redox cycling in thin layer cell 
 
    Thin-layer cell is an electrochemical cell with the reactant solution conﬁned to a 
thin layer. Mass transport can be neglected as long as the layer thickness is smaller than 
the diﬀusion layer thickness for a given experimental time [42]. These cells have been 
largely used in electrochemistry owing to some distinct characteristics. One of the most 
important capacities is redox cycling in this cell. Consider a reversible redox reactants, 
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potentials where the reductant is oxidized and the oxidant is reduced are applied at the 
anode and cathode of the thin-layer cell. The products of these electrode reactions 
diffuse in opposite directions across the thin layer to the electrodes where they can be 
reduced and oxidized, respectively. The products diffuse and reoxidation and 
rereduction occur again. The sensitivity and selectivity of analytical determination can 
be enhanced 
[43]
. Thin-layer cell theory can be applied to a wide variety of 
electrochemical problems, one fundamental is to get higher current values at 
closely-spaced electrodes in thin-layer cells. The use of thin-layer electrochemical cells 
dates back to the early 1960s
 [44,45]
, but is still improved currently 
[46]
.Tthin layer cell 
was operated as generator-collector device with the anode and cathode facing each other 
with a distance below 100 μm. They have been used in investigations of adsorption and 
electrodeposition 
[47]
, complex reaction mechanisms and kinetics 
[48]
, n-values and 
diﬀusion coeﬃcients determination [44], reaction rates, electron transfer rates [48,49], they 
are also used in spectroelectrochemical studies 
[50-53]
. The scanning electrochemical 
microscopy (SECM) equipment 
[54]
 contains a microdisc electrode and a larger counter 
electrode arranged confronted at a distance which can be accurately adjusted by means 
of a positioning mechanical system. The electrochemistry is examined in the gap 
between an electrode (tip) and a conducting or insulating substrate has been modeled 
using thin-layer theory and redox cycling, for studying surfaces using the eﬀect of 
feed-back diﬀusion.  
Besides the well-known twin-electrode, new structure to fabricate redox cycling 
systems have reported in literature and most of them are at least one dimension in the 
range of micrometers. Closely-spaced microelectrodes 
[55]
, band microelectrodes 
[56,57]
 ,
 
a micromachined wall-jet ring-disc electrode 
[58]
, ring-disc microelectrodes 
[59-62]
, and 
interdigitated microelectrodes 
[63-65]
, are typical examples of such devices.  
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1.4 Voltammetry under low concentration of electrolyte 
 
Absence or low concentration of supporting electrolyte became important recently, 
some papers have clearly shown the advantages 
[66,67]
. This caused an interest in the 
properties of the voltammetry performed in the abandoning, or in the presence of a very 
low concentration of supporting electrolyte. Without of supporting electrolyte not only 
eliminates interactions of analyte with the supporting electrolyte, simplifies the 
analytical procedures, and limits impurities that can be introduced with the supporting 
electrolyte, but also often allows drawing more conclusions about the system 
investigated. However, the purpose of the addition of supporting electrolyte to the 
solvent is not only contribution to the migrational transport but also increasing the 
conductivity of the solution, the absence of supporting electrolyte makes the 
voltammetry with normal electrodes impossible owing to the existence of a huge ohmic 
drop 
[67]
. Due to the small IR drop, ultramicroelectrodes have found attractive novel 
analytical applications 
[66-69]
. It was shown in the literature that voltammograms of 
uncharged substrates can be obtained at microelectrodes in solutions involved no 
deliberately added supporting electrolyte 
[70,71]
. The first well-defined waves of 
uncharged substrates, in the absence of deliberately added supporting electrolyte, were 
obtained in the 1980s 
[72]
. These electrodes, whose size in the range of micrometers, 
became excellent tools for analytical 
[68,73,74]
 and mechanistic 
[75-78]
 purposes under the 
condition of low support ratio.  
 
1.5 Aim of this thesis 
 
    The electrolysis of water has been widely performed under some conditions, such 
as, alkaline solution, membrane, noble metal catalyst. We are concerned about that there 
is no any supporting electrolyte, in order to overcome the high resistivity of pure water, 
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using thin layer cell at the distance of the electrodes is less than 100 m. We will focus 
on how much voltage can decompose water without supporting electrolyte and the 
kinetic mass transport problem of water electrolysis without supporting electrolyte in a 
thin layer cell. These questions will be solved experimentally by measuring 
current–voltage curves in a thin layer cell and theoretically by examining numerical 
solution of diffusion–migration equations including the reaction kinetics. 
    When hydrogen gas is dissolved in pure water, the electrolysis behavior will 
change, because the steady state current should be formed caused by the redox cycling 
of H2  2H
+
 + 2e
-
. Both H2 and H
+
 provides the steady state voltammograms in the thin 
layer cell according to the theoretical predition. The redox reation really occurs may 
depend on other conditions such as mass transport in and out of the thin layer cell, 
chemical complication, and a level of electric neutrality. Voltammetry is made to 
determine reaction mechanism coupled with the mass transport and dissociation of 
water. The effect of oxygen and hydroxide ion will also be discussed here. 
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            Chapter 2                
Experimental 
 
2.1 Chemicals 
 
    All the chemicals, of analytical grade, was used as received. Aqueous solutions 
were prepared with deionized and twice-distilled water.  
 
2.2 Instrument and process 
 
Two platinum rods 2 mm in diameter were used for the electrode by facing their 
bottom surfaces each other, as are illustrated in Fig.2.1. One of them was fixed 
horizontally, whereas the other was moved in the direction of the rod axis by means of a 
micrometer gauge of an optical positioner. The axis of a cylindrical rod was fitted to the 
axis of the other rod by a microscope. Another type of electrode, disk electrodes, 1.6 
mm in diameter coated with polyether ether ketone, were commercially 
available (BAS, Tokyo). Fixed these electrodes same as platinum rods. The 
electrodes were coated with a polyethylene vessel, which was a part of a bellows pipette, 
5 mm
3
 in volume. Pure water was inserted into the vessel through a hole of the top of 
the vessel by means of a syringe so that water was overflowed. The side faces of the 
rods were not insulated so that they were exposed to water. The side surfaces do not 
contribute to the electrode reactions because distance between at any point on the side 
face and the bottom face of the counter rod (ws in Fig.2.1) is much larger than the 
distance between the two bottom faces, w. Therefore the actual working area of the rod 
electrode is 3.14 mm
2
.  The area of commercially available disk platinum electrodes is 
2mm
2
.   
    Water was prepared with an ultrapure water system, CPW-100 (Advantec, Tokyo), 
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and was deaerated with nitrogen gas or hydrogen gas. The resistivity of the water before 
electrochemical measurements was 18 M cm by means of the conductometer 
equipped with the pure water generator. The cell into which pure water was injected was 
set in nitrogen or hydrogen atmosphere. The distance between the two electrodes was 
the length read by the micrometer gauge from the contacting point of the two bottom 
surfaces. Voltage was applied to the two electrodes with a potentiostat, Compactstat 
(Ivium, Netherlands). The resistivity values were measured by a conductometer, DS-71 
(Horiba, Kyoto), decreased to 1.7 M cm after 30 min exposure to air.     
Voltammetry was made in nitrogen or hydrogen atmosphere covered with a plastic 
bag under the nitrogen or hydrogen gas pressure slightly larger than the atmospheric 
pressure at room temperature (25  2 ℃). The water in the cell was quiescent. 
Voltammograms for decomposition of water without solution resistance were obtained 
in 0.1 mol dm
-3
 NaClO4 aqueous solution at film-coated platinum rods. Reproducibility 
of the voltammograms was confirmed by overlap of three times voltammograms. 
Salt-free voltammograms for redox cycling were obtained by facing two platinum 
rods without insulator. These electrodes exhibited reproducible voltammograms because 
there is no boundary between the platinum electrode and the insulator which causes 
unpredicted large capacitive currents. We confirmed that voltammograms at the 
insulated disks were close to those at the rod electrodes. 
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Fig.2.1 Illustration of the thin layer cell and two platinum electrodes used for the 
experiment.
N2 
H2O 
w 
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             Chapter 3                
Electrolysis of pure water in a thin layer cell 
 
3.1 Aim 
 
    Micro-reactors have been employed for synthesizing small amounts of unstable 
chemicals for immediate use 
[1,2]
. They are suitable for reactions under conditions of 
uncommonly high temperature, high concentration and high purity. In addition, they can 
control such accurate reaction parameters as to achieve subtle mixing and localized 
concentration 
[3]
. These advantages can be realized in electrochemical micro-reactors, 
which facilitate ionic transport due to local electric fields, interaction of products at an 
anode and a cathode, and occurrence of unexpected reactions with salts 
[4,5]
. Several 
examples can be cited briefly in the following. Micro-electrolysis can be performed at 
low concentration of supporting electrolyte because of low solution resistance in a small 
cell 
[6-9]
. The flow cell with a narrow electrode separation has allowed electrochemical 
treatments of water without supporting electrolytes 
[ 10 ]
. Mass transport of 
electrochemical products to a counter electrode has been discussed in the light of 
optimization of cell structures 
[11]
. Electrolysis voltage at segmented electrodes has been 
controlled locally to a diffusion–limited value [12]. Although reaction potential cannot be 
poorly controlled in conventional, synthetic cells, micro-reactors have made it possible 
to obtain cyclic voltammograms 
[13]
. Microfluidic channel flow devices have been 
fabricated for in situ simultaneous hydrodynamic electrochemical ESR, resulting in 
minimal dielectric loss and a high level of sensitivity 
[ 14 , 15 ]
. Generator-collector 
experiments in flow cells have been made at a single macroelectrode, and used to detect 
local pH changes adjacent to the electrode surface 
[16,17]
. Electrochemical coupling 
between parallel microbands in the linear microchannel has allowed to evaluate in situ 
the average velocity rates of the flow 
[ 18 ]
. Recent work on electrochemical 
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micro-reactors have been reviewed and a number of examples can be seen 
[19]
. 
    Conductivity of solution at low concentration of supporting electrolyte varies with 
an advance of reactions because reaction products have electric charge different from 
the reactants. The complication has been discussed in the field of microelectrode 
voltammetry 
[20-31]
. Further complication occurs at thin layer cell because products at the 
anode reach the cathode at which they react, called reaction coupling 
[32]
. The coupling 
ought to enhance reaction rates, as for redox cycling at interdigitated electrodes
 [33-35]
. 
Unfortunately, the coupling has not yet been discussed quantitatively, to our knowledge, 
not only theoretically but also by experimentally. 
    Our concern here is a possibility of electro-decomposition of pure water by a 
micro-reactor. We consider, as an example, a thin layer cell composed of two planar 
electrodes A = 1 cm
2
 in area with the inter-distance, w = 10 m. Since the resistivity of 
pure water is 18 M cm owing to the ionic concentration, [H+] = [OH-] = 10-7 M (= mol 
dm
-3
), the resistance of the cell is 18 k. If water is electro-decomposed into hydrogen 
ion and hydroxide ion by the current density 0.1 mA cm
-2
, the solution resistance 
becomes 1.8 V. Then the total voltage becomes 1.8 + 1.23 (thermodynamic voltage) = 
3.2 V. This estimation is over-simplified, because products, H
+
 and OH
-
, decrease 
solution resistance in the cell, as illustrated in Fig.3.1. Then the overvoltage by the 
resistance can contribute to the electrolysis to enhance the current density. The current 
may decrease the resistance further. This virtuous circle may be used for industrious 
electrolysis of pure water, the alternative to the technique of solid polymer electrolyte 
films
 [36,37]
. 
    We aim at the kinetic mass transport problem of water electrolysis without 
supporting electrolyte in a thin layer cell. A question is whether an electric double layer 
required for the electrolysis is formed in pure water or not. If a double layer is generated, 
another question is about how thin inter-distance of the parallel electrodes and how 
much voltage can decompose water without supporting electrolyte. These questions will 
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be solved by current-voltage curves in a thin layer cell and numerical solution of 
diffusion-migration equations including the reaction kinetics. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Fig.3.1 Illustration of predicted concentration proﬁles of H+ and OH- when pure water is 
electrolyzed at a parallel electrodes in a thin layer cell. 
 
3.2 Results and Discussion 
 
3.2.1 Computation of concentration profiles 
 
    Electrolysis of water is represented by 2H2O  2H
+ 
+ H2O2 + 2e
-
 or 2H2O  4H
+ 
+ O2 + 4e
-
 at an anode, and 2H2O + 2e
-
  2OH- + H2 at a cathode. The products, H
+ 
and 
OH
-
, of pure water are recombined each other in the bulk through 
 
                     (1) 
At parallel electrodes with a very narrow inter-electrode distance, w, the product H
+
 at 
the anode reacts with the product OH
-
 at the cathode to reach the equilibrium. Then the 
c 
0            x           w 
 
H+ 
OH- 
10-7 M 
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redox cycle occurs to enhance the current. Conditions of causing the redox cycle may 
depend not only on w and kr but also on fluxes of the ions by diffusion and electric 
migration. Therefore we formulate here the mass transport. 
    The concentrations of H
+
 and OH
-
, denoted by c+ and c- respectively, are satisfied 
with the continuum and kinetic equation for fluxes J+ of H
+
 and J- of OH
-
 
 
                                   (2) 
where x is the distance from the surface of the cathode to the solution (Fig.2.1). When 
the both ions are controlled with diffusion and electric migration for the electric 
potential, , in the solution, their concentrations are satisfied with the Nernst-Planck 
equations: 
                                   (3) 
 
where D is the diffusion coefficient common to both ions. Although the diffusion 
coefficient of H
+
 is three times larger than that of OH
-
, we use this assumption in order 
to know approximately potential and concentration distributions in the cell rather than 
to fit experimental data. Elimination of J from eq. (2) and (3) yields 
 
                 (4) 
 
In contrast, the potential distribution is determined by Poisson's equation: 
                                  (5) 
where r is the relative permittivity of water.  
    It is assumed that we apply potentials, E (positive), and -E, to the anode and 
cathode, respectively, so that c+ and c- are zero at the cathode (x = 0) and the anode (x = 
w). Since H
+
 and OH
-
, in contrast, do not take part in the electrode reactions, 
respectively, at x = w and x = 0, their fluxes should be zero. Then the boundary 
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                           (6) 
                           (7) 
Equations (4) and (5) under the steady state are the same as the differential equations for 
Gouy-Chapman's theory except for the kinetics.  
  Equation (4) is composed of three contributions; diffusion, electric migration and 
the chemical kinetics. Their magnitudes are estimated qualitatively here. We let the 
thickness of the diffusion layer be x, and the potential variation in this layer be . 
When voltage 1.5 V is applied to the cell with w = 50 m including the thermodynamic 
potential (1.23 V for H2O  O2), the value  = (1.5 - 1.23)/2 = 0.13 V is the net 
voltage applied to the one of two mass transport layers. If the thickness of the mass 
transport layer is close to that of the cell, the current densities controlled by diffusion 
and by the electric migration are, respectively, given by jd = FDc
*
/x = 0.02 A cm-2 
and jm = (DF
2
/RT) c
*/x = 0.09 A cm-2 for D = 10-5 cm2/s, c* = 10-7 M (= mol dm-3). 
Since both are of the same order in magnitude, diffusion and electric migration 
contribute to the current in a similar way. If the reaction rates are fast enough to hold the 
equilibrium, Eq. (4) under the steady state is reduced to dc/dx  (F/RT)cd/dx = const. 
These equations do not satisfy c+c- = KcH2O except for c = c
*
. The equilibrium 
condition does not hold and hence the kinetic term is inevitable. 
It is difficult for us to obtain analytical solutions of Eq. (4) because not 
only of non-linearity of the chemical reaction term but also of actual 
non-linearity in c [38-40]. We carry out numerical computation. The functional form 
of  is symmetric with respect to x = w/2 owing to the common values of D, that is,  
(x) + (w - x) = 0. Replacing x by w - x in Eq. (4), and comparing the differential 
equations for c(x) with those for c (w- x), we obtain c+(x) = c-(w-x). By letting u = 
c+/c
*
, z = x/w and f(x) = (x)F/RT, Eq. (4) is reduced to 
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When we take the finite difference, zi = iz (0  z  1, 0  i  N ), u(zi) = ui and f(zi) = fi, 
for integers i and N, the above equation becomes 
 
(8) 
 
where ui and ui' are u(zi) at t and t +dt, respectively, and  
 
The finite difference form of Eq. (5) is 
 
                         (9) 
 
Boundary conditions (6) and (7) converted for Eq. (8) and (9) are given by 
                        (10) 
 
   We used known values of cosnstants, kr = 1.410
11
 M
-1
s
-1
, c* = 10
-7
 M, D = 
8.710-5 cm2 s-1, K = 1.810-16 M (=10-14/55) and r = 78.5. Values of w were varied 
from 3.3 m to 34.0 m. Our computation technique of evaluating ui and fi from Eq. 
(8)-(10) was 
(A) to set the initial values, ui = 1 and fi = -fE + 2ifE/N for 1  i  N, 
(B) to determine fi for 1  i  N-1 by means of Gauss-Jordan's method for Eq. (9) at 
known values of ui, 
(C) to obtain ui' at t for known values of fi from Eq. (8) at Dt/(wx)
2
 = 0.48, 
(D) to determine fi in Eq. (9) again by means of Gauss-Jordan's method for values of ui, 
which were substituted for ui' in step (C), 
(E) to iterate processes (C) and (D) until (ui' - ui)/N < 10
-5
. 
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Even numbers of N sometimes made values fi oscillated because of double uses of the 
identical term uiuN-i in Eq. (9), e.g. u7u3 and u3u7 for i=7 and 3, N=10. We used odd 
numbers of N typically N = 101 when 210-3 < c*kdw
2
/DN
2
 < 0.22. 
    Fig.3.2 shows concentration profiles of H
+
 and OH
-
 for 0＝0.26V at w = (a) 5 m 
and (b) 10 m. The hydrogen ion is formed at the anode (x = w) to increase c+ from c
*
 in 
the domain x > 0.2w. Although sharp variation of c+ at x = w, seems to be contradict to 
the boudary condition, (dc+/dx)x=w, we have confirmed the condition by magnifying the 
scale. With a decrease in w, distributions of both c+ and c- become uniform because of 
the large contribution of the chemical kinetics toward the equilibrium. The sum, c++c-, 
takes a minimum at the center of the cell, where the reaction rate is the smallest, as is 
intuitively predicted.  
 
 
 
 
 
 
 
 
 
 
 
 
Fig.3.2 Concentration profiles of H
+
 (a+, b+) and OH
-
 (a-, b-) calculated numerically 
from Eq. (8) and (9) at krw
2
c
*
/D = (a) 40 and (b) 161, which are equivalent to w = 5 m 
and 10 m, respectively, for EF/RT = 10. Dotted curves, (a++a-) and (b++b-), mean 
c++c-. 
Chapter 3 Electrolysis of pure water 
23 
 
0 0.2 0.4 0.6 0.8 1
-10
0
10
x / w

F
 /
 R
T
(a)
(b)
(c)
(d)
0 10 20
0
20
40
w / m(F
/R
T
w
)(
d

/d
x
) x
=
w
/2
    Fig.3.3 shows potential distributions in the cell for several values of EF/RT. The 
distributions are not a line, but is sigmoid or locally quadratic near the electrodes. A 
linear variation is predicted from Laplace's equation if c+ = c- in Eq. (5). The quadratic 
form results from c+  c- near the electrodes. The variaion increases with an increase in 
E, but is almost independent of w. The magnitude of the electric field takes a maxium 
at x = w/2, which is roughly proportional to E, as shown in the inset of Fig.3.3. The 
slope is ca. twice larger than the average intensity of the electric field.  
 
 
 
 
 
 
 
 
 
 
 
 
Fig.3.3 Voltage profilee in the cell with w = 10 m at EF/RT = (a) 4, (b) 8, (c) 12 and 
(d) 16, computed from Eq. (8) and (9). The inset is the dependence of the electric field 
at x = w/2 on EF/RT. 
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    The current density at the cathode is given by j = -FJ+, to which Eq. (3) is applied 
under the condition at the electrode, (c+)x=0 = 0. Then we have 
           (11) 
 
We express the dimensionless current density in terms of the thickness of the 
reaction layer [41], (D/kd)1/2, in order to discuss a relatioship between j and w. 
Then it is rewritten as 
 
 
                                     (12) 
 
Fig.3.4 Dependence of the current density on the inter-distance of the electrodes, 
calculated from Eq. (8), (9) and (12) at kr = 1.410
11
 M
-1
s
-1
, D = 8.710-5 cm2 s-1 for 
EF/RT = (a) 5, (b) 7, (c) 8, (d) 9, (e) 10, (f) 13 and (g) 15. The dashed curve is for jw = 
const, which is adjusted to w < 7 m of (a) and (b). 
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Fig.3.4 shows the plot of the dimensionless current density against w. The current 
density for EF/RT < 7 (or E/2 < 90 mV for (a) and (b)) decreases with an increase in w. 
The current density at w < 8 m obeys the inverse propoational relation with w (dashed 
curve), which is the behavior of diffusion-controlled current in a thin layer cell. When 
EF/RT > 9 for (c)-(g), the current density for small w increases with an increase w 
owing to the effect of electric migration. The current density for w > 25 m approaches 
a constant, 1.5, at which the current is controlled by the reaction rate.  
We obtain the ionic resistivity averaged over the cell by concentration distributions 
of H
+
 and OH
-
. Letting the molar conductivity of H
+
 and OH
-
 be + (= 0.0350 S m
2
 
mol
-1
) and - (= 0.0199 S m
2
 mol
-1
), respectively, and the average concentrations of H
+
 
and OH
-
 be c+av and c-av, we obtain the expression for the conductivity as 
                      (13) 
 
Fig.3.5 shows the plot of the averaged resistivity ( = 1/) against w for several values 
of EF/RT. The resistivity at large values of w agrees with the value for the uniform 
concentration, 1/(+ + -)c* = 0.1810
6
 m = 18 M cm (dashed line). With a decrease 
in w, the resistivity decreases because of increase in c+ and c-. It also decreases with an 
increase in EF/RT by the same reason as above. Intuitively understandable plot is the 
resistance vs. w, as shown on the right ordinate in Fig.3.5. The resistance per area of the 
cell is almost linear relation with w. 
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Fig.3.5 Variation of resistivity (on the left ordinate) and resistance per area (on the right 
coordinate) of the electrolyzed water averaged over the cell at EF/RT = (a) 5, (b) 7, (c) 
10 and (d) 13. The dashed and the dot-dashed lines are, respectively, values of the 
resistivity and the resistance per area of pure water. 
 
3.2.2 Voltammetry of pure water 
 
    Fig.3.6 shows a multi-cycled voltammogram of pure water at the parallel 
electrodes with w = 20 m in the cell of Fig.3.1. A voltammogram at each scan 
overlapped with those at other scans when the potential width was less than 1.4 V 
(Fig.3.6(A)). When the potential domain was more than 1.5 V, hysteresis was noticeable, 
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and the maximum current increased with an increase in the number of scans 
(Fig.3.6(B)). The increase in the current is ascribed to the redox cycle by the overlap of 
c+-profiles with c--profiles (in Fig.3.2). Poor reproducibility observed at voltage over 
1.5 V seems to result from formation of gas bubbles, which is enhanced by the redox 
cycling. Voltammograms in negative voltage domains were symmetric with those in the 
positive domains with respect to the origin (current 0 and voltage 0). Therefore the 
electrode geometry and performance were confirmed to be symmetric. 
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Fig.3.6 Multi-scan voltammograms of water in the thin layer cell (w = 20 m) at three 
iterative scans of v = 0.01 V s
-1
 at the two platinum electrodes in 2 mm in diameter 
when potential domains are from 0 to (A) 1.4 V and (B) 1.5 (V). The currents varied in 
the direction of the arrow with the number of the scan. 
 
    Linear sweep voltammograms are shown for several values of w in Fig.3.7(a)-(e). 
The current increases with a decrease in w, partly because the decrease in the soluiton 
resistance enhances the net voltage of water electrolysis. The w-dependence is 
consistent with the increase in or the constant of the current density in Fig.3.4 for 
EF/RT > 9.  
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Fig.3.7 Linear sweep voltammograms of pure water in the thin layer cells at w = (a) 40, 
(b) 50, (c) 60, (d) 80 and (e) 100 m, (f) 2 mm and (g) voltammograms of 0.1 M 
NaClO4 aqueous solution at w = 2 mm for v = 0.01 V s
-1
. 
 
    Since the redox reaction of water is not followed by the Nernst equation, the 
surface concentrations may not be controlled sufficiently with applied potentials. Thus 
the boundary condition, (c+)x=0 = 0, is not satisfied well in the present experiment. It is 
expected that a Neumann condition (of controlling the current by the voltage) is valid 
rather than a Direchlet condition (of the surface concentration by the Nernst equation). 
A typical equation of the former is Tafel equation, by which we can eliminate the 
electrode-kinetic overpotential from the observed voltage. The subtracted value should 
be close to the voltage relevant to the solution resistance. The curves for w > 1 mm do 
not include contribution of solution resistance (in Fig.3.7(f)). The plot of the logarithmic 
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current against the voltage showed a line in the domain of 0.3 V, indicating that a Tafel 
type plot, ln(I) = (F/RT)Esalt + b, is valid. The value of  was 0.170.01 for both the 
anodic and the cathodic curves.  
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Fig.3.8 Plot of the voltage difference, E - Esalt, at a common current in the 
voltammograms for pure water and for the salt solution against the current at w = (a) 40, 
(b) 50, (c) 70 and (d) 90 m.  
 
When the voltage applied in pure water contains the solution resistance, Rs, the 
current can be expressed by ln(I) = (F/RT)E + b = (F/RT)(Esalt + IRs) + b, where E - 
Esalt = IRs. Values of Esalt and E at a common value of I were obtained, and those of E - 
Esalt were plotted against I for various values of the voltage in Fig.3.8. The plots exhibit 
proportionality for 40 m < w < 100 m. The proportionality was not valid for w > 0.1 
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mm and I > 0.6 A partly because of non-steady state voltammograms for w > 0.1 mm 
and partly because of irreproducible voltammograms for I > 0.6 A. The slope should 
be solution resistance, from which the resistivity was evaluated. The resistivity thus 
obtained was plotted against w in Fig.3.9. It increases with an incresse in w, as has been 
predicted theoretically in Fig.3.5. It approaches to the resistivity value of the water in 
the cell by the conductometer (dashed line). Although water just after the purification by 
the ultrapure water system showed 0.18 M m, the water transferred in a glass vessel 
showed 0.04 M m in air. When the pure water was transferred into a polyethylene 
bottle and then a glass vessel, the resistivity was 0.02 M m. The value decreased to 
0.017 M m after 30 min. Therefore the value of the dashed line in Fig.3.9 is 
reasonable. A possible reason of the degrading the resistivity may be dissolution of 
carbon dioxide of air. The resistivity in the cell smaller than that in the bulk suggests c+ 
+ c- > 2c*. This condition holds when reaction (1) is far from the chemical equilibrium 
so that c+c- > KcH2O. In other word, pH values in the cell would depend on measurement 
times. 
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Fig.3.9 Dependence of the resistivity obtained from the slopes in Fig.3.8 on w. The 
dashed line is the resistivity determined by the conductometry. 
 
    The increase in the chronoamperometric current was due to the redox cycling of 
products after electrolysis. The square of distance was proportional to the time which 
got from the current-time curve. The slope of the proportionality implies the diffusion 
coefficient of the product. This value was consistent with result calculated by 
Stokes-Einstein equation at 25℃ in water. 
 
3.3 Summary 
 
    Pure water can be electrolyzed in a thin layer cell when the distance of the 
electrodes is less than 100 m. The conductance of water is provided by the products of 
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H
+
 and OH
-
, of which concentrations are satisfied with c+ + c- > 210
-7
 M. This fact is 
contrary to the common knowledge that pure water is hardly electrolyzed. The 
conductivity enhances with a decrease in the inter-distance. The enhancement is an 
evidence of the electrochemical formation of H
+
 and OH
-
 which are far from the 
equilibrium. 
    The kinetically survived H
+
 and OH
-
 are controlled by diffusion, electric migration 
and the chemical reaction rates in a similar manner. Their concentration profiles were 
calculated by solving numerically the combination of Nernst-Planck equations, the 
continuum equation including the chemical reaction, and Poisson's equation under the 
steady-state. The sum of the concentration profiles are more than 210-7 M, as is 
deduced from experimental results of the conductivity. The numerical data of the 
present theoretical work include shortcomings due to the assumptions of a common 
value of the diffusion coefficients and to use of the Dirichlet boundary conditions. 
Therefore they are not suitable for curve fitting to the experimental data. 
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             Chapter 4                
Salt-free electrolysis of water assisted by hydrogen  
in thin layer cell 
 
4.1 Aim 
  
Electrochemical micro-reactors have advantages of facilitating ionic transport due 
to local electric fields, interaction of products at an anode and a cathode, and 
unexpected reactions with salts 
[1,2]
. A number of uses have been reported and reviewed 
[3]
. For example, they include possibility of electrode reactions at low concentration of 
supporting electrolyte 
[4-7]
, electrochemical treatments of water without supporting 
electrolytes in a flow-through cell 
[8]
, mass transport of electrochemical products to a 
counter electrode 
[ 9 ]
, and local voltage control by segmented electrodes 
[ 10 ]
. A 
disadvantage of microreactors is poor control of currents by electrode potential because 
of limitation of space for a reference electrode, although specific cell geometry has 
made it possible to obtain cyclic voltammograms 
[11]
. 
    A thin layer cell acts as a microreactor, in that it can cause electrolysis without 
supporting electrolyte, which is demonstrated by electrolysis of pure water 
[12]
. Once 
very small amount of water is electrolyzed into H
+
 and OH
-
, these ions enhance electric 
conduction in the cell. Change in conductivity during electrolysis has been addressed by 
studies in the field of microelectrode voltammetry 
[13-24]
. Further complication in a thin 
layer cell involves reaction coupling or redox cycling 
[25]
, in which products at the 
anode reach the cathode at where they react. Redox cycling ought to enhance reaction 
rates, as seen in reactions of interdigitated electrodes 
[26-28]
.  
    One of the key features of redox cycling is not only the interaction of the oxidized 
and the reduced species but also the mass transport between two electrodes 
[29-35]
. An 
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required condition of redox cycling is the presence of equal amounts of the reduced and 
the oxidized species. If concentration of the oxidized species is lower than that of the 
reduced one, two possibilities can be predicted. One is that the current will be controlled 
by the minor species, with the major species making no contribution to the redox 
cycling. The other possibility is that the current is not necessarily controlled by the 
minor species because the minor species is produced electrochemically from the major 
one. Which possibility really occurs may depend on other conditions such as mass 
transport in and out of the thin layer cell, chemical complication, and the level of 
electric neutrality. We examine here which possibility occurs in water electrolysis by 
adding hydrogen ion to pure water as a major species. Mass transport, including the 
dissociation kinetics, is considered theoretically here and compared with the 
experimental results. 
 
4.2 Results and Discussion 
 
4.2.1 Redox cycling between H2 and H
+
 in thin layer cell 
 
    In order to understand the ideal behavior of redox cycling, we performed thin layer 
voltammetry of the reaction, H2  2H
+
 + 2e
-
, in the presence of H2 and H
+
. Fig.4.1 
shows voltammograms in 1 M KCl + H2 + HCl aqueous solution for several 
concentrations of HCl in the thin layer cell when hydrogen gas was saturated in the 
solution, where ΔE is the applied voltage. Voltammograms were confirmed to be 
point-symmetric with respect to I = 0 and E = 0, as can be predicted from the symmetric 
voltammograms of two-electrode electrolysis. They were almost under the steady state 
for v  10 mV s-1. Since the current at the forward scan was smaller than that at the 
backward one for v = 30 mV s
-1
 (in Fig.4.1), the hysteresis was not caused by the 
capacitive current but may have been caused by the time required for reaching the 
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steady-state wave for the redox cycling. The electrolysis time for reaching the limiting 
current was approximately 3 s for the 0.1 V potential domain at v = 30 mV s
-1
 in Fig.4.1. 
The thickness of the diffusion layer was 50 m, which was comparable to the 
interdistances of the electrodes. Therefore, the hysteresis should be contained in the 
voltammograms. 
     
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Fig.4.1 Voltammograms of 1 M KCl + saturated H2 + x mM HCl at v = 30 mV s
-1
 in the 
thin layer cell for w = 50 m, where x = (a) 0, (b) 0.05, (c) 0.1, (d) 0.2 and (e) 0.3. The 
arrows indicate the direction of the potential scans. The drawing process of determining 
the limiting current is shown in (d). 
 
Conventional voltammograms in 1 M KCl + H2 aqueous solution were made to 
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understand the reactions in the thin layer cell. Fig.4.2 shows the voltammogram in the 
potential domain covering water decomposition. Peak (a) is the oxidation of H2, of 
which current was proportional to v
1/2
. Waves (b) and (c) are ascribed to the oxidation 
and the reduction of water, respectively. The potential difference of the two waves is 2.0 
V. In contrast, the potential difference of the redox cycling in Fig.4.1(a) was 
approximately 0.4 V. Consequently 1.6 V was gained by use of the thin layer cell. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Fig.4.2 Voltammogram of 1 M KCl + saturated H2 solution at the Pt disk electrode 1.6 
mm in diameter for v = 30 mV s
-1
. (a) : oxidation of H2, (b) oxidation of water, and (c) 
reduction of water. 
 
Fig.4.3 shows variation of the limiting current, Ilim, of the voltammograms in 
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Fig.4.1 with the concentration of HCl. The current is approximately proportional to the 
H
+
 concentration when [H
+
] < 0.2 mM. A possible reason for the deviation from the 
proportionality for [H
+
] > 0.3 mM is blocking of the product (H2) at the cathode by 
adsorption 
[36-39]
. The other possibility is ambiguity of the determination of the limiting 
currents, as will be discussed later. It is predicted that the current is inversely 
proportional to w owing to the control by diffusion in the finite domain w 
[29]
. Fig.4.4 
shows dependence of the limiting current on 1/w, as shown in circles. The plot at 
narrow distances between the electrodes deviated from the proportional line. Since the 
electrode surface was polished before every voltammetric using a polishing buff, it was 
deformed to a rounded surface
[40]
, as shown in the inset of Fig.4.4. Values of w were 
read from the moving distance from the closest contact point of the two electrodes by a 
micrometer gauge. Therefore the average distance should be larger than w. We 
measured w2 with the microscope as shown in the inset, and obtained the curvature, 
from which we evaluated the effective interelectrode distance, w1 = w + 10 m. The plot 
of the limiting current with 1/w1 (triangles) fell on the proportional line. 
 
 
 
 
 
 
 
 
 
 
 
 
0 0.1 0.2 0.3 0.4 0.5
0
10
20
30
[H
+
] / mM
I l
im
 /
 
A
Chapter 4 Assisted by hydrogen 
42 
 
Fig.4.3 Dependence of the limiting current of the voltammograms in Fig.4.1 on 
concentrations of HCl. 
Fig.4.4 Variation of the limiting currents with 1/w (circles) and 1/w1 (triangles) under 
the conditions of Fig.4.1, where w1 = w + 10 m. The inset is the illustration of the 
rounded electrode surfaces. 
     
We derive here expressions for current-voltage curves of the redox cycling reaction, 2H
+
 
+ 2e
-
  H2, when mass transport of both species is controlled only by diffusion in the 
x-direction of the cell under the steady state. It is assumed that the reaction occurs in 
accordance with the Nernst response at the anode and the cathode. We located the anode 
and the cathode at x = 0 and w, respectively, as illustrated in Fig.4.5. The detailed 
derivation is described in the Supplementary materials. The dimensionless 
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current-voltage curves represented by Eq. S8 vary with the parameter b. Fig.4.6 shows 
variation of the dimensionless current-voltage curves for several values of c+
*
/cH2
*
. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Fig.4.5 Model of thin layer cell and predicted concentration profiles. 
 
Large values of (2F/RT)E in Eq. S8 correspond to the domain of the limiting 
current, which is equivalent to infinitesimally small values of (2 - f)(b - f). When f 
increases from zero, Eq. S8 tends to infinity at a smaller value of either 2 or b. 
Therefore, we have the limiting current, f = 2 for b > 2 and f = b for b < 2. Since Eq. S9 
becomes b = 1.9 c+
*
/cH2
*
 for D+ = 8.710
-5
 cm
2
 s
-1
 and DH2 = 4.610
-5
 cm
2
 s
-1 [41]
, the 
condition b > 2 corresponds approximately to c+
*
 > cH2
*
, for which f = 2. Consequently 
the limiting current is expressed by 
  
0                 w  
x 
  
2cH2
*
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*
+c+
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*
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(1)  
 
The "4" involved in Eq. (1) arises from both the two-electron oxidation and the 
accumulation of H2 on the cathode by the reduction of H
+
 at the cathode so that (cH2)x=0 
= 2cH2
*
, as can be illustrated in Fig.4.5.  
Although Eq. (1) mentions that the limiting current for c+
*
 < cH2
*
 is proportional to 
c+
*
, the experimental results in Fig.4.3 showed the lower deviation from the 
proportional line for c+
*
 > 0.3 mM. When c+
*
 is close to cH2
*
 in Fig.4.6 ((a)(c)), a 
plateau of the limiting current becomes vague. In fact, the slopes (dashed line (a) and (c) 
in Fig.4.6) of the limiting currents increase with an increase in c+
*
. Experimental values 
of the limiting currents may be underestimated. The slope of the proportional line in Fig. 
4.3 is 90 mA M
-1
, whereas the theoretical value calculated from Eq. S8 is 110 mA M
-1
. 
If w is corrected to w + 10 m for the roundness of the electrode surface, the theoretical 
slope is 93 mA M
-1
, which is close to the experimental value. 
Redox cycling might occur also for O2 + 2H2O + 4e
-
  4OH-. We attempted to 
perform voltammetry for dioxygen and sodium hydroxide instead of H2 and HCl. The 
voltammograms in the thin layer cell did not show any limiting current, but were similar 
to those of pure water
12
. The disappearance of limiting current may be ascribed to such 
a large overpotential difference between the cathodic and the anodic reaction of 
dioxygen that it may overlap with the wave of water decomposition. 
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Fig.4.6 Current-voltage curves calculated from Eq. S8 at c+
*
/ cH2
*
 = (a) 0.2, (b) 0.6, (c) 
1.0, (d) 2.0 and (e) 5.0. 
 
4.2.2 Redox cycling in the absence of H
+
 
 
    Fig.4.7 shows voltammograms of water including only hydrogen gas for various 
values of w, demonstrating appearance of the limiting current plateau for E > 0.4 V. 
Since the solution has no ions, the solution resistance should be very large. Nevertheless, 
the limiting current was observed. This is an advantage of the thin layer cell 
voltammetry. Eq. (1) mentions that limiting current by the redox cycling in solution 
without deliberate addition of hydrogen ion should be 93 mA M
-1
  10-7 M = 9 nA at pH 
7. However, the observed voltammetric shape and current values are extremely different 
from the theoretical ones. Specifically, features of the voltammograms are: 
(1) Steady-state voltammograms;  
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(2) A sigmoidal wave rising up at 0.2 V; 
(3) Values of the limiting current being100 times larger than the theoretical value; 
(4) The limiting currents which increase with a decrease in w.  
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Fig.4.7 Voltammograms of water including hydrogen gas without deliberately adding 
H
+
 for w = (a) 30, (b) 40, (c) 50 and (d) 70 m at v = 30 mV s-1. 
 
Features (1) and (4) suggest the presence of some kind of redox cycling, whereas 
features (2) and (3) cannot be simply explained in terms of the redox cycling of H2  
2H
+
 + 2e
-
. The appearance of the inactive potential domain (from 0 V to 0.2 V) suggests 
participation in the kinetics other than diffusion. A possible kinetics is a supply of H
+
 
from the dissociation of water rather than from the solution bulk, because the 
dissociation is the only source of H
+
 in the present experiment. 
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    We consider the problem of mass transport including the dissociation when the 
redox cycling by 2H
+
 + 2e
-
 H2 occurs in the thin layer cell; the redox cycling is 
composed of the dissociation through the CE reaction, H2O  H
+
 + OH
-
 and 2H
+
 + 2e
-
 
H2. It is assumed that the diffusion coefficients of H
+
 and OH
-
 have a common value, 
D. Feature (3) implies that the consumed amount of hydrogen gas is much smaller than 
the bulk concentration of hydrogen gas. Therefore cH2 can be regarded as the bulk value. 
It is [H
+
] and [OH
-
] that vary in the thin layer cell. Expressions for [H
+
] and [OH
-
] will 
be derived in Supplementary materials, and they will yield current-voltage curves. 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Fig.4.8 Theoretical voltammograms calculated from Eq.S24 for  = (a) 10, (b) 45 and 
(c) 100. Conditions of (b) corresponds, for example, to w = 0.05 mm at kr = 1.410
11
 
M
-1 
s
-1
 and D = 510-5 cm2 s-1. 
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Fig.4.9 Plot of the limiting currents in Fig.4.6 against w in the logarithmic scale, where 
w was added as 10 m to the geometrical interelectrode distance. 
 
Dimensionless current (g) vs. voltage curves can be calculated from Eq. S24 for 
some values of , and are plotted in Fig.4.8. Sigmoidal curves were obtained and are 
similar to the experimental ones (Fig.4.7). However, the potential shift of the 
experimental curves is larger than the theoretical ones. A possible reason is ohmic drop 
of water. The resistivity of water 30 min after use was 1.7 M cm 12, which yields 0.14 
V potential shift at 0.5 A. This value explains the potential difference. We have 
assumed that values of the diffusion coefficients of H
+
 and OH
-
 were common, although 
the ratio of the former to the latter is approximately 1.7. It provides 1.3 times difference 
in  through Eq. S20. This ratio is negligibly small in the variations in Fig.4.8. 
    The condition of taking the limiting current is 2 = g3/2 from Eq. S24. Then the 
limiting current is expressed by 
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  3/1*3/1*3/2*lim /2/)2( DckDwFcwDFcj r                   (2) 
 
Eq. (2) indicates that the limiting current has the -1/3 power of w. However, the 
experimental results show -0.8 power of w, as exhibited in Fig.4.9, probably because Eq. 
(2) has been derived on the assumption that the reaction layer much thinner than w. 
Therefore, the experimental results fell between w
-1/3
 and w
-1
 (Fig.4.9). The current 
value calculated from Eq. (2) for D = 8.610-5 cm2 s-1, c* = 10-7 M, kr = 1.410
11
 M
-1
 s
-1
 
and w = 0.05 mm is 0.08 A. This is ten times smaller than the experimental value. The 
small value is ascribed to the assumption of the thin reaction layer. The value of (2)2/3 
in Eq. (2) is 14, which is a gain of H
+
 supplied from the dissociation. 
    We can understand the four features of the absence of hydrogen ion through the 
theoretical voltammograms. The steady-state (1) of the voltammograms is ascribed to 
the redox cycling of H2 and H
+
, where hydrogen ion is supplied from the dissociation of 
water. The sigmoidal form (2) is attributed to the potential shift by ln() in Eq. S24. 
Non-zero values of the slope of the current at E = 0 in Fig.4.1 are caused by the 
reversible redox reaction when both H2 and H
+
 are present, whereas the zero values in 
Fig.4.7 are obtained when either species is absent in solution. The latter is in accord 
with the experimental results in the absence of hydrogen ion. One hundred times 
smaller values of the limiting current than the redox cycling currents (3) can be 
explained in terms of the dissociation kinetics. The inconsistency (Fig.4.9) between the 
theory and the experiment (4) regarding the dependence of the limiting currents on w 
arises from the oversimplification of the theory by neglecting diffusion in the kinetic 
dissociation layer. 
 
4.3 Summary 
     
The redox cycling of H2  2H
+
 + 2e
-
 in the thin layer cell including both H2 and 
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H
+
 provides the steady state voltammograms approximately according to the theoretical 
predition. The steady state is established for v < 10 mV s
-1
 and w < 0.05 mm to yield the 
limiting currents. The limiting curent is proportional to the concentration of hydrogen 
ion in the low concentration domain, partly because of adsorption of produced hydrogen 
and partly because of the vague waveform. The limiting current is inversely 
proportional to w if the curvature effect (10 m) of the electrode surface is taken into 
accout. Attention must be paid to accuracy as the thickness of thin layer cells may be 
less than 10 m. 
    Even when hydrogen ion is not added deliberately to the solution, the redox 
cycling occurs. The voltammogram has sigmoidal shape with a positive potential shift. 
The limiting current is much smaller than that of the normal redox cycling. These 
variations can be explained in terms of the control by the dissociation kinetics of water. 
The approximation of the reaction layer includes oversimplification for the dissociation 
kinetics. As a result, observed dependence of the limiting current on w is closer to the 
dependence for the simple redox cycling than the theory. 
 
4.4 Supplementary materials 
 
Expressions for the limiting current are derived in these supplementary materials. 
Since a solution of the steady-state diffusion equation in the domain 0 < x < w is a linear 
variation of x, concentrations of [H
+
] = c+ and [H2] = cH2 are expressed by 
                       (S1) 
where p, q, r and s are positive constants. Fluxes at x = 0 by both species are given by 
 
 
or we have 
D+s = 2DH2r = j/F                                (S2) 
rxqcsxpc  H2    ,
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where D+ and DH2 are diffusion coefficients of H
+
 and H2, respectively. Letting the 
electrode potentials at the cathode and the anode be EC and EA, respectively, we can 
express the Nernst equations at both electrode as 
 
             (S3) 
 
 
The voltage controlled by a two-electrode potentiostat is E = EA - EC. Then we have 
 
                                                       
                       (S4) 
Since the amount of the species does not change by electrolysis within the cell, it should 
keep the loaded amount, regardless of concentration profiles. By letting loaded 
concentrations be cH2
*
 and c+
*
, the trapezoidal profiles yield 
 
 
Extracting p and q and replacing s and r by j/F in Eq. S2, we obtain 
 
                    (S5) 
Eliminating p, q, s and r from Eq. S4 by use of Eq. S2 and S5 yields 
          (S6) 
 
We define the dimensionless current density as 
                               (S7) 
 
Then Eq. S6 becomes 
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                     (S8) 
 
where  
 
                                      (S9) 
 
The kinetics-involved diffusion equations for [H
+
] = c+ and [OH
-
] = c- at a planar 
electrode under the steady state is given by 
 
                    (S10) 
 
                    (S11) 
 
where kd is the dissociation rate constant and kr is the recombination rate constant. 
These rate constants can be related with the equilibrium constant, K, through 
 
      (S12) 
 
The boundary conditions for the concentrations are given by the Nernst equations under 
the assumption of the invariance of cH2 
 
     (S13) 
 
Hydrogen ion participates in the electrode reaction, whereas hydronium ion does not. 
Then the fluxes at the electrodes define the current density: 
 
(S14) 
 
Furthermore, electric neutrality holds within the cell: 
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                                                        (S15) 
 
    Taking the subtraction of Eq. S10 from S11 yields d
2
(c+ - c-)/dx
2
 = 0 or 
c+ - c- = k1 + k2x for constants k1 and k2. Applying conditions S14 and Eq. S15, we have 
 
                                  (S16) 
 
     It is assumed that the reaction rate is so fast that the reaction zone is restricted to 
domain near the electrode surface without effects of diffusion. Then the interesting 
value of x within the reaction layer is much smaller than w. On the other hands, c+ near 
the cathode is almost zero, leading to (c+)x0 << jw/FD. Then Eq. S16 for x  0 becomes 
 
                              (S17) 
 
and Eq. S10 can be reduced to 
 
                               (S18) 
 
It is further written as 
 
        (S19) 
where 
 
                                 (S20) 
A solution of Eq. S19 is given by 
 
                                (S21) 
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where B is a constant. Applying condition S14 to Eq. S21 yields 
 
 
Subtracting B from the above equation and Eq. S21 for x = 0, we have 
                        (S22) 
 
On the other hands, we assume that the reaction at the anode (H2  2H
+
 + 2e
-
) is in 
equilibrium, H
+
 + OH
-
  H2O, because the produced amount of H
+
 at the anode is 
smaller than the consumed amount of H
+
 at the cathode. Then Eq. S16 at x = w is given 
by 
 
or 
 
                            (S23) 
Subtracting the two Nernst equations S13 and replacing (c+)x=0 and (c+)x=w by Eq. S19 
and S23, respectively, we have 
 
         (S24) 
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            Chapter 5               
Conclusion 
 
Electrolysis of pure water in thin layer cell without any supporting electrolyte was 
carried out when the distance of the electrodes is less than 100 m. The resistivity was 
calculated through current-voltage curve of cyclic voltammetry and Tafel curve, it is 
much smaller than 18.2MΩcm. This fact is contrary to the common knowledge that pure 
water is insulator. The conductance of water is provided by the products of H
+
 and OH
- 
after electrolysis water, of which concentrations are satisfied with c+ + c- > 210
-7
 M. 
The resistivity decreases with a decrease in the inter-distance. This demonstrated that 
the electrochemical formation of H
+
 and OH
-
 which are far from the equilibrium. The 
increase in current of chronoamperometry is an evidence of the redox cycling of the 
products.  
    The kinetically survived H
+
 and OH
-
 are controlled by diffusion, electric migration 
and the chemical reaction rates in a similar manner. Their concentration profiles were 
calculated by solving numerically the combination of Nernst-Planck equations, the 
continuum equation including the chemical reaction, and Poisson's equation under the 
steady-state. The sum of the concentration profiles are more than 210-7 M, as is 
deduced from experimental results of the conductivity.  
    When hydrogen gas is dissolved in pure water, voltammograms were obtained, 
which was point-symmetric with respect to the origin of coordinates, it can be explained 
by the redox cycling of H2  2H
+
 + 2e
-
. Both H2 and H
+
 provides the steady state 
voltammograms in the thin layer cell according approximately to the theoretical 
predition. The steady state is established for v < 10 mV s
-1
 and w < 0.05 mm to yield the 
limiting currents. The limiting curent is proportional to the concentration of hydrogen 
ion in the low concentration domain, partly because of adsorption of produced hydrogen 
and partly because of the vague waveform. The limiting current is inversely 
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proportional to w if the curvature effect (10 m) of the electrode surface is taken into 
accout. The redox cycling of O2 + 2H2O + 4e
-
  4OH- didn’t show any limiting current, 
the electrolysis curve was similar to pure water. In another word, the hydrogen gas can 
assist electrolysis of water in this system only. 
    Even when hydrogen ion is not added deliberately to the solution, the redox 
cycling occurs. The voltammogram has sigmoidal shape with a positive potential shift. 
The limiting current is much smaller than the normal redox wave. These variations can 
be explained in terms of the control by the dissociation kinetics of water. The 
approximation of the reaction layer includes oversimplification for the dissociation 
kinetics. As a result, observed dependence of the limiting current on w is closer to the 
dependence for the simple redox cycling than that based on the approximation. 
 
